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Summary
A method is described for the preparation of di- and 
tetra- sodium hypophosphate and for.the conversion of these salts, 
by an ion exchange technique, into pure hypophosphoric acid.
Methods are also described for the preparation of various metal 
hypophosphates, including a stable, insoluble, ferrous hypophosphate 
which has not been reported previously.
Solutions of iron (il), iron (ill) and cobalt (il) in aqueous 
solutions of hypophosphoric acid have been studied by cation and 
anion exchange batch techniques, and the existence has been demonstrated 
of soluble ferrous and ferric hypophosphate complexes. In addition, 
the spectra of these systems have been studied where possible. From 
the results obtained from these experiments, the metals ligand ratio 
and the charge of the complexes have been deduced.
Further ion exchange batch equilibrium experiments have been 
carried out on the iron (il) and iron (ill) hypophosphate systems, 
using tracer quantities of metal and very carefully controlled 
conditions of pH and ionic strength and, from the results, values 
for the stability constants of the complexes have been calculated.
PART 1 
Introduction
1*1. Historical survey.
1*2. The purpose of the work.
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1*1# Historical Survey.
(1) The preparation of hypophosphoric acid,
(2) The constitution of the acid,
(3) Properties of the acid and its salts,
1*1*1, The preparation of hypophosphoric acid,
Hypophosphoric acid, H^ P^ O^ , Y/as isolated first by Saltzer^ in 
1877 from Pelletiers' "acide phosphatic". Since then details of 
many methods, most of which depend on the wet oxidation of elementary 
phosphorus, have appeared in the literature. The earlier methods 
of preparation involved the slow oxidation of sticks of yellow
2
phosphorus by partial immersion in water, dilute sodium carbonate
3 4or copper nitrate solution , but the yields were poor and, although
reagents such as copper nitrate resulted in slightly higher yields,
large quantities of phosphine Y/ere produced from side reactions.
Yields of up to GOfo were achieved by Rosenheim and Pinsfter by
the anodic oxidation of copper, nickel or silver phosphide, using the
corresponding metal as cathode. Other methods include the hydrolysis
5 6of the oxidation products of phosphorus and iodine * and the mild
7 5oxidation of "a phosphorus" acid described by Kolitowska .
Methods involving the oxidation of red phosphorus with the more
Q
common oxidizing agents have been described e.g. vdth iodine , 
alkaline permanganate^, bleaching powder‘d  and hypochlorites^.
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In all these methods the oxidation process is difficult to control .
and poor yields result.
The most successful preparation of the sodium salts of
hypophosphoric acid is hy the controlled oxidation of red phosphorus
12with sodium chlorite , The reaction was first used by Leininger
and Chulski^a, Baudler^^ modified their procedure and obtained
12can increased yield, Bemy and Falius described a similar
preparation with somewhat simpler apparatus and Genge, Nevett and 
12dSalmon have obtained a 4 0 yield of of purity
better than 99*5 and converted this to free hypophosphoric acid
by a simple ion exchange procedure.
The essential features for high yields in these preparations
are the slow addition of sodium chlorite solution and a very
efficient control of temperature,
1*1*2, Constitution of hypophosphoric acid,
Hypophosphoric acid has an empirical formula EyPO^ * but is
accepted now as having the double formula H.Po0^ , Its structure4 ^ o
is established as
0 0 
I il
HO— P — P —  OH
I I
OH OH
Evidence for this double formula derives from X-ray studies of the
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13diammonium hypophosphate by Raistrick and Hobbs . Prom the
results it is concluded that the above configuration is the only
one possible and structural isomers involving P-O-P linkages
as proposed previously by Blaaer and Halpern^ may be neglected,
24
The fact that hypophosphates are diamagnetic , whereas
HoP0, having an odd electron, should give rise to paramagnetism,
supports the double formula.
12a 15Baudler 9 investigated the Raman spectra of hypophosphoric 
acid, its methyl ester and its ammonium salts. His conclusions 
agreed with those of earlier workers and he showed further that 
the P-0 bonds were equivalent and were intermediate in character 
between P-0 and P=0, He postulated a bond order of 1*33 and hence 
the structure a hybrid of
0-  0-  0-  0-  0-  0-
I I I I  I I
0— P  P— 0 0--P---- P =0- 0- * P P = o-
II II 1 1  I  I I
0- 0- 0- 0- 0- 0-
However, no vibrational frequency which could be ascribed to the P-P
bond was found, presumably because this line was modified by the
large PO^ groups and hence was not detectable. Only recently has the
P-P bond length been measured as 2*16 £ by crystal structure studies^.
The formulation given is also supported by the molecular
10aweight of the ethyl ester, spectroscopic studies , and by 
17
N.M.R. studies, the ion exhibiting only one resonance peak, 
proving a symmetrical structure with no hydrogen atoms attached 
directly.
Chemical evidence for the structure is also forthcoming, for
5 6example, the sodium salts are formed by the oxidation of
with alkaline hydrogen peroxide, which suggests again that the
phosphorus atoms are linked directly.
18Isotope exchange experiments have been used in an attempt
to show directly the equivalence of the P-0 bonds and the presence
/
of a P-P bond.
e.g. HXP*0. + H..P0, ats* Ho0oP**—  P(LH0 + Ho0feH_P*CL + ELPO. 
3 4 3 3 * 2 2 5 2 2 w 3 3 3 4
However, these have met with limited success, since the equilibrium
constant is less than 8*10“  ^moles/l at 25° in N HC1^8g for the
first stage of this equilibrium. The structure assigned to
hypophosphoric acid has recently been confirmed by a detailed
16crystal structure determination of the acid .
1*1»3* Properties of the acid and its salts.
In the earlier methods of preparation, the free acid was 
obtained from its lead salt by passing hydrogen sulphide into a 
solution to precipitate the lead as sulphide. The acid s
-9-
12a 19concentrated by distillation under reduced pressure ’
12dIn the more recent methods solutions of pure acid are obtained 
by passing a hot solution of the disodium salt through a steam 
heated cation exchange column in the hydrogen form.
20
The pure acid melts at 70 and forms both mono- and dihydrates .
On evaporation of a solution of hypophosphoric acid, crystals of
the dihydrate are obtained. Over calcium chloride these become
sticky after a few days and after one or two months they are
converted to a clear, glassy, mobile liquid from which a new acid*
19H,P~0C has been isolated .
4 2 5
In aqueous solution the acid decomposes only very slowly, and
it can be boiled without change. In concentrated solutions,
however, decomposition occurs above $0°, giving phosphorous and
phosphoric acid*^ .
H.Po0, + Ho0 --- >  ELP0-, + H,P0„
4 2 6 2 5 3 3 4
21The ionisation constants are given in Table 1 , They may
not be accurate, but from other evidence H.P-CV is assumed to have 7 4 2 6
about the same strength as pyrophosphoric acid H^PgO^, since their
49ionisation constants and molar conductances are similar.
TABLE 1
Acid K1 K2 K3 K4
H4P2°6
H4P2°7
lO*2‘2 
io-°‘83
IQ'2-8 
10-1-96
10-7-27
10-6.34
10-10.03
10-8-44
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Saltzer^ has prepared many primary, secondary and tertiary
salts, including salts of ammonium, lithium, sodium and potassium,
Hypophosphates of almost all common cations have been prepared,
e.g. rubidium, copper(II), silver, calcium, strontium, barium,
beryllium, magnesium, zinc, cadmium, aluminium, thallium(ll),
zirconium, lead, thorium, bismuth, chromium, manganese, iron(lll),
22 10bcobalt(II), nickel(ll), hydrazine, hydroxylamine and cerium .
All of these are either insoluble, the insolubility in some cases
being quantitative, e.g. Group 4a? or only slightly soluble in water.
Exceptions are mercury(l) and (il), which does not form a solid
22hypophosphate, and ferrous hypophosphate which is soluble .
25The sodium salts have a very low solubility in water (see 
Figure l), which increases with increasing temperature.
J-T
Double salts of the type M Ey?^ 0 where M = Cu, Zn, Hi,
Co and M^HgPgOg.KgH P 0g. x HgO where M -  Co, Hi, Cu, Cd are well
known, as well as salts containing a complex anion e.g. Na.P^ Ch-.ZXCL
4 £ o 5
22X = Mo, W , and these may well be complex in character and not
mixtures as is supposed. A general study of bivalent metal-hypo-
54phosphate systems has been performed , but no detailed study of 
complex hypophosphates has yet been undertaken.
120'
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1*2. Purpose of the work.
As can be seen from the preceding historical survey very
little is known about the role of the hypophosphate ion as a
ligand. This is in contrast to other oxyacids of phosphorus,
especially orthophosphoric, pyrophosphoric and longer condensed 
50chain acids . It was felt that hypophosphoric was worthy of 
study not only because of the lack of information regarding its 
complex forming ability, but also because any complexes that are 
formed in which the hypophosphate is acting as a chelate ligand 
will have a five membered ring in contrast to the four membered 
and six membered rings formed by ortho and polyphosphate respectively 
under analogous conditions. Also the fact that hypophosphoric acid 
has a P-P bond, unlike the other oxyacids of phosphorus, might 
result in interesting properties peculiar to this acid.
In this present work attention has been directed particularly 
to the study of three metal hypophosphate systems in some detail, 
so that precise information could be obtained and comparison made 
with'the corresponding systems using other oxyacids of phosphorus, 
where necessary information ivas available.
- 13-
PART 2 
Techniques 
Spectrophotometrio methods.
Ion exchange involving a complexing agent. 
The three component phase diagram. 
Analytical techniques.
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2*1. Spectrophotometric methods.
When no chemical reaction takes place in solution between
two solutes, the absorption of light at a particular wavelength
is a function of concentration as a consequence of the Lambert-
Beer Law. It is a limiting law and its upper limit of validity
is usually taken to be of the order of 0*1M. If a reaction was
occurring in solution, a deviation from the linear relationship
would be expected. This technique, known as the method of
continuous variation, was first applied quantitatively to the
25
formation of complexes in solution by Job , to whom it is usually 
ascribed. Although the property usually measured has been the 
optical absorption, other colligative properties of the solution 
have been used and, for instance, constants have been calculated
26for the copper(II)-ammonia system from calorimetric measurements .
Job assumed that only one complex was present in solution, but, as 
27Woldbye has pointed out, it is extremely unlikely that a single
complex only will be present in solution under any given conditions.
Moreover, the method of continuous variation does not readily
indicate whether several complexes are present or not and the
attempts which have been made to extend Job’s treatment to systems,
28in which two or more complexes are formed , except in a few 
55instances are of limited applicability giving results which can 
be interpreted only with the greatest caution. Accordingly, the
- 15-
data recorded in the section have been interpreted in the light 
of the known limitations of the method, and in general in conjunction 
with the data obtained by the other methods used.
2.2. Ion exchange equilibria involving a complexing agent.
(1) The determination of the degree of complex formation.
(2) The determination of the sign and size of the charge on 
the complex ions.
(3) The determination of the stability constants of the 
complexes.
292*2.1. The determination of the degrees of complex formation
A qualitative estimation of the degree of complexing between a 
ligand and a particular metal, can be obtained by batch experiments, 
comparing the amount removed by the complexing eluant from a metal- 
form cation exchanger, with that removed by a non-complexing eluant 
under exactly similar conditions.
In dilute solution the sorption by a cation exchanger in the 
metal (M01*) form is governed by the equilibrium
mH+ + ^  M”* + mil* (l)
(formulae with suffix R refer throughout to ions in the resin phase).
Under the conditions used in these experiments, equilibrium (l) 
depends on temperature, quantity of exchanger and hydrogen ion 
concentration. Hence the amouht of metal removed will vary with pH.
- 16-
In general, anions in solution have a negligible effect 
on the equilibrium unless one or more of them forms complexes with 
the cation Mm+. Thus if a complexing acid H L is introduced
X
into the system there is the possibility also of the following
equilibria being set up.
H L ^ H /  yLZ~ + zH* (2)X r (x-z)
aH/ \LZ“+ M014* MH L (m+y“ax)^ ja(x-z)-y] H+ for cationic species., 
(x-z) ^ y a [ i
(3)
all/ .LZ + M“+^  MH L ^ - m'y) (x-z) r y a
1 +a(x-z)-y I H for anionic species
Equilibrium (3) reduces the concentration of free in solution 
and more Mm+ will be released from the resin to maintain equilibrium (l). 
Since the ligand is derived from an acid, any cationic species formed 
will have a lower charge than the free metal and hence will probably 
be less strongly sorbed, again resulting in enhanced removal of M3314" 
from the resin. Any neutral or anionic complexes will, of course, 
not be sorbed.
Thus, if results obtained with a complexing acid are compared 
with those obtained with a non-»omplexing acid, it will be found 
that the former removes more metal from the resin at any pH, 
provided other factors remain constant.
- 17-
In the present study hatch experiments of this type were
carried out using hypophosphoric acid and also perchloric acid
as the non-complexing acid. There is no evidence to suggest that
perchloric acid forms complexes to any significant extent with the
metals studied under the experimental conditions used.
2*2*2. The determination of the sign and size of the charge on the
complex species.
Before it is possible to assign formulae to the complexes detected
by the method described in section 2.2*1,, information concerning
the sign and size of the charges on these complexes must be obtained.
Ion exchange methods for this purpose have been developed by Salmon 
30 31and co-workers 9 and can be used to study both cationic and 
anionic complexes.
Cation exchange equilibria in the presence of a complexing anion.
The method is based on the assumption that the total exchange 
capacity of the resin can be accounted for by the free metal ions and 
the complex cations sorbed.
If a solution containing a complexing acid EML and a cation
Mm+ is left in contact with a sample of cation exchanger in the Mm+ 
form and, if at equilibrium any of species L is found on the 
exchanger, then cationic complex species have evidently been sorbed 
and presumably must be present in the solution.
- 18-
Qqantitatively the general complex equilibrium between
H^L and M1114 is as expressed in the equation given earlier
(equation 3, section 2.2*1.), assuming that conditions of pH etc.
are such that no E'4 is sorbed, but only Mni+ and MH L .y a
At equilibrium if the total moles of if14, both free and complexed,
t <5«*i A
sorbed per equivalent of exchanger is and the moles of eomplox
(m+v—ax)4sorbed per equivalent pf NT, then for the sorption of MH L 'h y &
together with M014 for one equivalent of resin.
Moles complex sorbed =
Moles M1114 sorbed =
Equivalents complex sorbed = (m+y-ax)H^ where m+y y ax 
Equivalents iP4 sorbed = m(H^ .-H^ )
Total equivalents sorbed = 1 = (m+y-ax)N^
= ^ + V y_ax) (4)
Thus, assuming all possible values of ’a’ depending upon the 
co-ordination of I1114 and the nature of the ligand H^ L, corresponding 
values of 'y1 can be derived. A non-integral value of y would
indicate sorption of a mixture of complexes.
Anion exchange equilibria in the presence of a complexing anion.
31a 31bSalmon and co-workers have used anion exchange studies
similar to those employed for cationic systems. In this case the 
resin capacity is accounted for in terms of sorption by the exchanger 
of the free ligand and of anionic complexes formed between the ligand
- 19-
and the metal.
The equilibrium for anionic complexing is expressed by equation 
3, section 2*2.1, where ax) m + y, As before, if any Mm+ is 
found on the exchanger at equilibrium, then obviously anionic
i
complexes are present in the initial solution.
Quantitatively, if no other sorbable anions are present and the
pH of the solution is not so high that hydroxide ions are sorbed,
then the capacity of the exchanger can be accounted for in terms
of MH L ^^  ^  and free H LZ sorbed,y a x-z
jh+At equilibrium, if the number of moles of II sorbed as complex
per equivalent of exchanger is and the total moles of L sorbed,
both free and complexed, is hT and if, under identical experimental
conditions but in the absence of M11*1", L is sorbed as H LZ theny x-z
Moles of complex sorbed =
Moles of free H LZ~ = H_ - aN,.x-z L M
Equivalents of complex sorbed = (ax-y-m)h^
Equivalents of free 1^“ = (N^ - alT^ )z
Total equivalents sorbed = 1 = z(H^-aH^) + H^(ax-y-m)
i** ^
a(x-z)-m-y + zN (5)- N. L
The value z, the charge on the free ligand sorbed, is determined 
from a blank experiment. As before, assuming values of ’a', 
corresponding values of’y'may be obtained, Any neutral complex species 
in solution will not be sorbed, their presence therefore will in no way 
invalidate deductions based on equations (4) and (5). These two equations 
however will obviously not indicate the presence or absence of any such 
species in solution.
2.2*3. The determination of the stability constants of the complexes.
Measurements of the stability constants of complex systems
using synthetic ion exchange resins have been carried out by
xo 33
Samuelson and especially by Schubert and co-workers . Their
methods of calculation, however, involved rather restrictive
assumptions and, in particular, that only neutral or anionic complexes
were formed and in the case of Schubert’s method the further
assumption that a single oomplex only was formed.
34A far more general approach has been developed by Fronaeus , 
which takes into consideration all possible complex species, anionic, 
cationic, neutral and polymeric between a metal and a monobasic acid. 
The following derivation for a tetrabasic acid, is based on
the method of Fronaeus but with some simplifications which can be 
applied to the system studied in this work. The stability constants 
are determined from cation exchange equilibria measurements with 
trace concentrations of metal in both resin and aqueous phases in 
a varying large excess of complexing agent.
The ligand studied in the present work, hypophosphoric acid, is 
a tetrabasic acid and the dissociation of such an acid E^L may be 
represented by the following equilibria.
The lower charged species will predominate in acid solution 
and the higher charged in more alkaline solution. All studies in
the present work were carried out below pH 1*0, hence since K^= 10
10 05 7 3-and K^=10~ *  ^for hypophosphoric acid , the species (HP^O^) and
(P206)4- have been neglected in the following derivation (see also
section £»3).
The dissociation constants are defined as followss-
-7*3
K1 ■ i V  I f - f H-,L . H+
 L ,   -
K2 = h2l
2-
H.L
4
H
(10)
f 2- f +
h2l . H
(n)
y\ V
if it is assumed
fH^L
3
= fH+ = fl
f-TT T2 f«h2l = 2
where f is the activity coefficient of the species i as expressed 
approximately by the Davies equation^ and [i^ its molar concentration, 
then
hence h2l2- A L JV.,2—
Kr
f-1
If C is the total concentration of the acid system
c . I v ; , [V] 2- "
V j M  4
TL
H^L
+ k i i  +i 3 H,L~J Kg 
[H+]f,
(14)
(15)
. . c =
[ v i M
f- + 1 + K,.
K„
(16)
H,L
3 a = X say (17)
Where a = H f. + 1 + KrJ *1
thus jH^ Lj = |H+j f^ X
K„
n (18)
and[H2L1 - K2 X
H
(19)
Hence in an aqueous solution of H^ L, theoretically there
2-are three individual species H.L, H-.L and H0L all of which
4 3 2
could complex with Mm+, either separately or together. In this
theoretical treatment H^L is included although it is extremely
unlikely that it will act as a ligand. The equilibrium may be
represented therefore by the following equilibrium.
p v  2  (2r + q -
aMm+ + pH4L + qHjL~ + rHglT" ^ y ^ L  “)r
Where 2r + q >  am for anionic complexes and p = 0,1,2,3......»
q * 0,1,2,3• • • • • • t r - 0,1,2,3. • • • • •
If the law of mass action is applied to (19) then
rMa
[ Mla[H4L ] p[H3L-]^[H2L2-]r
where p is the stability constant,
Now any derivation of stability constants using a cation 
exchanger is based on the fact that the amount of cation at tracer
level bound to a definite amount of the exchanger at equilibrium
has been found to be proportional to the concentration of the free 
m”+ ions in solution over a large concentration range"^.
Where A = the distribution coefficient, a constant,
o
= the concentration of Mm+ in solution before the 
exchanger is added.
C° = the concentration of in solution at equilibrium 
with the exchanger, 
d - the fractional decrease in the initial volume of the
solution (d always <T l). 
v = the initial volume of solution,
w = the weight of ion exchanger.
Thus if H^L is introduced into the above system and complexing 
occurs to form anionic species, the amount of free M01*1* in solution 
will be reduced (19) in proportion to the stability constants of 
the complexes formed. Hence since Aq is constant, less !m+ will 
be sorbed on the resin and a new distribution will be set up,
1 __ ^ concentration of MSi+ in solution, both free and complexed 
(l^ +) ’ concentration of on the resin
By measuring the effect of the ligand concentration on A it is possible 
to calculate stability constants for the species in solution. To 
accomplish this it is necessary to compare solutions of constant pH, 
temperature, volume of solution, weight of exchanger and ionic strength 
Constant ionic strength is usually achieved by the addition of
- 25-
corresponding amounts of a strong electrolyte whose anion does 
not complex with M01"1", generally sodium perchlorate. The 
exchanger must in no way bind the ligand and the resin must be 
previously saturated with the cation of the strong electrolyte.
To simplify calculations the concentration of 1 in solution 
should be negligible compared with that of the complexing agent. 
Metal concentrations have therefore been generally determined 
radioactively using a convenient isotope of Mtn+, However, in the 
present work the metals studied had no very suitable isotope^ and- 
the metal concentrations were determined spectrophotometrically, 
since a sufficiently sensitive colorimetric method was available.
With ligand present (22) may be expressed
from (20)
(23) and (21)
-26-
Thus by varying the total ligand concentration C = Xa 
corresponding values of A are obtained using (21) by measuring the 
concentration of Mm+ initially and at equilibrium. The calculation 
of A involves a knowledge of d* This may be obtained as the quotient 
between the initial and the equilibrium concentrations of the ligand
in solution with =0, d is independent of C at constant ionic 
strength and it can be assumed also that it is independent of 
at small However, at a small value of w/v only an approximate
determination of d is required and 
d tjr 1 - w/v
In practice it was found that (24) was of the form 
A = Aq (l + AC2 + BC5) = F(C) (25)
where A = ap^  B = bpg. a an(^   ^are constants which can be 
calculated from a knowledge of f^ , K^ , and (see page 97
section 44*lc)«
(25) was solved for p^ and p^ using the method of least squares 
as follows.
For i values of C, i corresponding values of A are obtained and 
the sum of the squares of error S is equal to
S [(Ax " p(°i) J 2 (26)
differentiating (26)
|| - - 2 S [ A. - P(C.)] || (27)
-27-
"  fi ■ -2! [ “i - '<=!>] I (28)
differentiating (25) 6F _ ^ 2^ ^ 9)
I • V3 <?°>
Now it can be shown that for S to be a minimum
6S _ 5S _ n 
6A 6B ~
hence £ [a± - Aq - AqAC2 - AqBC5 j C2 * 0 (31) from (27) and (29)
Z ^A± - Aq - AoAC2 - AqBC5] C5 = 0 (32) from (28) and (30)
J4 + A BEC5 - a \ n2
o
J4 + A BBC6 0
solving A = EC^£e(A^  - AQ)C2j - £C^ [ (A^  - Aq) C^ j
Aq ^ec4ec6 - (c5)2]
and B = £(A. - A )C2 * A AEC4 v 1 oy 0
A EC5 0
Hence (25) can be solved for A and B and {3^ and (3^, the complex 
stability constants evaluated.
A AEC r = E(A. - A ) C‘ o  v 1 o'
A AEC = E(A. ^ A ) C^ 
o  v 1 o'
-28-
2.3. The three component phase diagram.
The system studied (4* 5”) contained three components, so by 
applying the phase rule
F = C - P + 2 
it follows F = 3 - F + 2
and four degrees of freedom are possible e.g, temperature, pressure 
and concentrations of two of the components. In order to simplify 
the graphical representation, the system is considered condensed i,e. 
the vapour is neglected and the temperature is kept constant. Thus 
there are only two degrees of freedom, namely, the concentrations of 
two of the components.
Although the system could be represented using rectangular 
co-ordinates, it is more usual to use a triangular diagram. The 
triangle can be of any shape, the equilateral triangle being most 
commonly used. Since the temperature is kept constant the diagram 
will represent the system at a particular temperature, that is, it 
will be an isotherm.
If XYZ in figure 2(i) is an equilateral triangle and P is any 
point within the triangle, then the sum of the distances xP + yP + zP is 
equal to the length of one of the sides. If this length is taken as 
100^  it is possible to represent the composition of any three
-29-
component system by a point in the triangle. Thus if X, Y and. Z
represent pure components X, Y and Z, and a line is drawn through P
parallel to either of the other two sides, the distance represents the
fractional amount in P of the component in the opposite vertex.
Thus P represents a system containing Pxf/o of X, Py^ of Y and Pz% of Z.
The curve in a three component system represents a solubility
curve of one or more of the components. Thus if a mixture of a liquid
and two other components at equilibrium contains some undissolved
solid, analysis of the solution will give a point on the solubility
curve. The solid represents the compound or mixture with which the
solution is saturated, and its composition is required. This is
36best achieved using Schreinemakers wet residue method.
If the curve fg in figure 2(ii) is the solubility curve of the 
compound represented by E,then analysis of two solutions will fix the 
points F and G. Analysis of the wet residues left after filtration 
will give two points H and I, which represent mixtures of E and the 
solutions from which they have separated. By continuing FH and GI, 
the composition of E is given by the point of intersection.
In this way a three component phase diagram can be constructed, 
consisting of solubility isotherms such as fg joined by a series of tie 
lines to the solid in equilibrium with these solutions.
figure 2
-3 0 -
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X
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Occasionally the tie lines do not meet at a point, but are
parallel or diverge i.e. the solid phase at equilibrium varies
continuously with the composition of the liquid phase. This
occurs for example when a series of solid solutions are formed, when
37the system is metastable or when the solid acts as an ion exchanger .
2*4. Analytical Techniques.
All reagents used were of analytical grade unless otherwise
stated. Solutions were made up in distilled water, obtained from
an all-glass still.
Determination of hypophosphate.
The usual method of estimating hypophosphate by precipitation
38as silver hypophosphate .in neutral solution with silver nitrate,
?/as found to be insufficiently accurate for the present study. It 
was found, however, that digestion with perchloric acid converted the 
hypophosphate quantitatively to phosphate, which was then analysed 
gravimetrically as anmionium phosphomolybdate using the following 
procedure s
Solutions?- (a) Ammonium molybdate 30 g/l.
oo Washing solution, 50 g. ammonium nitrate, 40 ml.
nitric acid/l.
(c) "Addition solution", 100 g. ammonium nitrate,
50 ml. nitric acid/l.
-32-
MAddition solution" (100 ml,) was added to the phosphate sample 
in solution and the mixture warmed to about 50°. Ammonium 
molybdate solution (50 ml.) also at 50° was then added whilst 
stirring constantly. The solution was left to stand for at least 
six hours and was then filtered through a siltered glass crucible
a ». .
and washed with washing solution (60-80 ml.). The precipitate was
finally washed with a small volume of 1a/o nitric acid solution, dried
at 110° for one hour and weighed after 40 minutes in a desiccator
over phosphorus pentoxide.
The dried precipitate corresponds quite closely to the formula
(hH.)ZP0.,12MoOT. However, the theoretical value of 1*650^
4 0 4 3
39phosphorus is never strictly applicable , and tends to vary with
the method of precipitating, washing and drying, An empirical
factor for the above method of 1*647% was determined using sodium
dihydrogen orthophosphate in a control experiment.
Determination of cobalt.
(a) The normal E.D.T.A. bank titration method with zinc
40sulphate at pH 10, using Eriochrome T as indicator was used . It 
was found necessary to boil for a few minutes after addition of 
E.D.T.A. solution, presumably to ensure complete complex formation, 
and to adjust to pH 10 with ammonia and not ammonia/ammonium chloride 
buffer, since chloride ions interfered with the end-point. Small
figure 3 . flectrode system for the potentiometri c determination
of cobalt.
agar agar bridge
saturated 
:‘Kcl ~ ■ calomel
electrode
coiled _
platinum
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quantities of hypophosphate did not interfere with the method.
(b) In the presence of a large amount of hypophosphate the
end-point in the method just described became indeterminate and a
method not subject to hypophosphate interference was desirable. On
consideration a redox titration seemed to offer the best possibility
and although many methods offered themselves^, most suffered from
the disadvantage that they had to be performed in the absence of air.
42The method described by Kopanica and Dokzal however did not suffer 
from this disadvantage. This is a redox titration at pH 10 of the 
cobalt glycine complex with potassium ferricyanide. It was found 
that large quantities of hypophosphate present in solution in no 
way interfered.
The following procedure was adopteds-
A ten-fold excess of glycine was added to the cobalt solution and 
the pH adjusted to 10 with 1 Ofo KOH solution. The solution was then 
titrated potentiometrically with 0.05N potassium ferricyanide solution 
using a Cambridge pH meter with the electrode system shown in figure 3# 
In order to determine the equivalence point exactly a AE/AV against V 
curve was constructed for every titration,
Determination of iron.
It was necessary to determine iron in very small quantities and 
the best method of analysis was found to be a spectrophotometric
- 3 5 -
procedure using, 4 s7 diphenyl-1s10-phenthroline (’’bathophenanthroline"). 
The basis of this method has been described by Smith, McCurdy and 
Diehl45.
Solutionss* (a) Bathophenanthroline. 0*03 g./100 ml. ethanol.
(b) Hydroxylamine hydrochloride. 10^ solution in water.
(c) Sodium acetate. 10^ solution in water.
A sample of the solution to be analysed, containing 0»01 to 0*04 mg. of 
iron was placed in a 50 ml. separating funnel and hydroxylamine hydro­
chloride solution (2 ml.) added, followed by bathophenanthroline 
solution (4 ml,) and sufficient sodium acetate solution to achieve a 
pH of 4 (generally about 4 ml.). The funnel was then shaken and 
left for a few minutes to ensure that the colour was fully developed.
The coloured complex was then extracted with n-hexyl alcohol (8 ml.). 
The lower aqueous layer was run off and the organic layer collected in 
a 10 ml. standard flask. The funnel was washed with n-hexyl alcohol 
(l ml.) and the washings collected in the standard flask and finally 
the volume made up to 10 ml. with n-hexyl alcohol.
The optical density of the solution was measured using a Unicam 
S.P. 600 spectrophotometer at 5330 £ using glass cells of 1 cm. 
light path and n-hexyl alcohol as blank. The iron present was 
determined by reference to the calibration curve in figure 4#
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figure 4 Calibration curve for the analysis of 
iron using bathophenanthroline.
0 8 0 '
o?<>
0 .0 40.03002QOi
mgs of iron/ |O m l  alcohol solution
The calibration curve, figure 3> f°r 'the method. was obtained, 
using a standard iron solution containing 0*01 mg, iron/ml., 
prepared by dissolving 0*0702 g. of ferrous ammonium sulphate in 
water with sulphuric acid (2*5 ml.) and diluting to 1000ml,
The bathophenanthroline was recovered by evaporating the n-hexyl 
alcohol to dryness under reduced pressure, warming the residue 
with ION sodium hydroxide, extracting with hot benzene and 
evaporating^,
-38-
PART 5 
Preparations 
3*1. Preparation of hypophospheric acid.
3*2. Preparation of hypophosphate salts.
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3*1. Preparation of hypophosphorio acid.
1. Preparation of disodium hypophosphate,
2. Preparation of hypophosphoric acid from disodium hypophosphate. 
3*1«1. Preparation of disodium hypophosphate.
The method of preparation by the oxidation of red phosphorus 
with sodium chlorite, was a modified form of that described by Genge, 
Nevett and Salmon^^, whose method was based on that due to Baudler^^3, 
The apparatus used is shown in figure 5-. The whole was constructed 
in Quickfit glassware and consisted of a 250 ml. reservoir connected 
to a water cooled condenser 50 cm. long and 2 cm. diameter. A 
glass tube connected the end of the condenser to a 500 ml. Buchner 
flask and water suction pump via a stopcock.
Before use the red phosphorus was cleaned by digestion with 
lOjo hydrochloric acid for three hours and washed by decantation with 
water. The condenser was packed with a slurry of phosphorus and 
glass beads (0*3 - 0*4 cm. diameter) in water, supported on a base of 
stainless steel gauze and glass wool. Careful packing was required 
to obtain a reasonable elution rate (ca. 100 ml,/hr.).
A very fast rate of flow of water was maintained through the 
condenser, and a solution of sodium chlorite (180 g.) in water (1000-nl.) 
was drawn through the column by means of the water pump, the reaction
-40-
products being collected in the Buchner flask. About 750 ml. of
sodium chlorite solution was required to exhaust thecolumn which contained
about 60 g, of red phosphorus.
When all the phosphorus had reacted, the Buchner flask was
disconnected and the solution filtered to remove residual traces of
red phosphorus. Sufficient 2Ofo sodium hydroxide solution was then
added to the filtrate to give a pH of 5*2 measured on a Cambridge pH
meter using a glass electrode and calomel reference electrode. The
meter was standardised at pH 4 with 0.05M potassium hydrogen phthalate 
45solution7 . The neutralised solution was left to stand overnight 
at 0° when a white crystalline product was obtained. This was 
recrystallised twice from water, in each case being allowed to stand 
overnight at 0°. Finally the product ’Ea^E^T^O^06E^O was filtered 
off and air dried at the pump. As a typical yield 55 g. of 
phosphorus gave %  g. of Ha^H^O^.bHgO after the two recrystallisations, 
of purity greater than 99i° hypophosphate. If the tetrasodium salt 
Ha^PgO^.lOH^O was required the filtrate was neutralised to pH 10*5 and 
recrystallised as above.
5.1.2. Preparation of hypophosphoric acid from disodium hypophosphate.
In the present work solutions of pure hypophosphoric acid were 
obtained by passing a solution of disodium hypophosphate through a 
column of cation exchange resin in the hydrogen form. The salt is
figure 5 . A pparatus fo r the p re p a ra tio n  of disodium hypophosphate. - 4 1 -
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only sparingly soluble in water at room temperature, but the 
solubility increases fairly rapidly with increase in temperature 
(figure l). Thus solutions of the acid were prepared by passing 
hot solutions of the salt through a steam heated ion exchange 
column to prevent crystallisation.
The apparatus used is shown in figure 6 # it consisted of a 
column 60 cm. long and 5 cm, in diameter surrounded by a glass jacket 
through which steam was passed. The column was loaded with Zeo-Karb 
225 (16 to 50 mesh) cation exchange resin, supported on a bed of 
glass wool and glass beads. When it 'was set up, care being taken 
to ensure that it was vertical, the resin bed was backwashed .with 
tap water for one hour to remove any air bubbles and to obtain a 
reasonably regular packing. The resin was then converted completely 
to the hydrogen form by passing a large excess (6 litres) of 2N 
hydrochloric acid down the column. The two-way tap at the lower end 
of the column allowed the effluent either to run to wa-ste when 
regenerating, or to be collected via the tube C. Finally the 
resin was washed with water until chloride free.
Steam was passed into the jacket until thermal equilibrium was 
attained and a boiling solution of disodium hypophosphate (50 g./200 ml.) 
was poured onto the column and allowed to diffuse slowly down the 
resin bed. The initial effluent was discarded since it comprised
-44-
mainly water, the dead space of the column being approximately 
200 ml. Thereafter the effluent was collected in 60 ml. fractions. 
Boiling water was poured onto the column as required to maintain 
a constant flow down the column. On a typical run the following 
effluent fractions ?/ere obtaineds-
Volume (ml.) pH ^ 4P2°6 Molarity
60 0.59 7*3 0.43
120 0.52 8.3 0.50
180 0.52 8.3 0.50
240 0.75 5*2 0.31
In addition, there were some tailings with pH greater than 0*8 
v/hich were used in further runs to dissolve the disodium salt find 
hence increase the overall acidity of the effluent.
To ensure that there was no breakdown of the acid on the column, 
a sample of the acid was first titrated potentiometrically against 
standard sodium hydroxide. It was found that the end-point 
corresponding to the replacement of the first two protons was 
easily detected from a plot of ApH/AV where V is the volume of 
sodium hydroxide added. The end-point corresponding to the 
replacement of the last two protons was not so readily detectable 
either potentiometrically or with the usual indicators. The total
-45-
acidity was thus taken as double that obtained at the first
end-point. The total hypophosphate content was then determined
grayimetrically (2-4). In all cases 99i<> or more of the acidity
was shown to be due to hypophosphoric acid.
In some cases it was necessary to concentrate the solutions of
hypophosphoric acid by evaporation under reduced pressure (8 mm.).
The heating bath temperature was kept at 65° to prevent decomposition
of the acid and the water was distilled over very slowly at 19°.
Solid hypophosphoric acid was isolated if required by cooling the
concentrated acid in solid carbon dioxide. White crystals of 
12bH.P„0,#2EL0 could be obtained in this way. No detectable 
4 2 6 2
hydrolysis occurred during the concentration process.-
3.2. Preparation of hypophosphate salts.
1. Preparation of cobalt hypophosphate,
2. Preparation of ferric hypophosphate.
3. Preparation of ferrous hypophosphate.
4. Discussion.
3.2*1. Preparation of cobalt hypophosphate.
zl6
Cobalt hypophosphate was first prepared by Drawe who added a 
saturated solution of Na PgOg.lOHgO to an excess of warm cobaltous
sulphate solution. The same procedure was adopted in this work and
a pink amorphous precipitate was obtained. This was dissolved by 
bubbling sulphur dioxide through the suspension and reprecipitated by drawing
-4^-
air through the solution, thus preventing the product from being 
contaminated with sodium ions. The product was filtered off, 
washed with water, then alcohol and finally air dried.
The product was analysed for cobalt using E.D.T.A, and 
hypophosphate by hydrolysis and precipitation as ammonium 
phosphomolybdate (2*4) and was shown to be Co^C^.BI^O.
Analysiss Pounds Co = 27*86fo = 37'M^
Calculated for Qo^^O^.QE^O Co = 28*07^ ^ 2^6 = 37»6l'$.
3*2*2. Preparation of ferric hypophosphate.
This was prepared by adding a warm solution of disodium
hypophosphate to excess ferric chloride solution acidified with a
few drops of dilute hydrochloric acid to prevent hydrolysis. The 
pale yellow amorphous precipitate was filtered off, washed with Yfo 
hydrochloric acid, then with water, and air dried. Analysis for 
iron and hypophosphate (2»4) established the formula of the compound 
as Pe^(P20^)^.5H20.
Analysis? Found: Fe = 28*21$ ^2^ 6 =
Calculated for ^e^ (^2^6^3*^2^ = ^2^6 =
3*2*3. Preparation of ferrous hypophosphate.
As it is stated in the literature that ferrous hypophosphate is 
soluble^ a solution was prepared for the batch experiments by eluting 
a cation exchange resin in the ferrous form with the hypophosphoric
-4*7 -
acid solution under nitrogen using the procedure described in 
section 4*2*2. A faintly green effluent was obtained. On 
leaving the solution overnight* however, a crystalline precipitate 
formed in the solution. This was filtered off, washed with water 
and dried in a desiccator. The product was composed of large rect­
angular crystals and was very pale green in colour when viewed in 
quantity, but appeared white in small amounts. Analysis of the 
compound for iron using bathophenanthroline and for hypophosphate 
(2*4) established its formula as FeH^PgO^^^O. The water content 
was first calculated by difference then checked and confirmed by loss 
in weight between 100° - 120° using a Stanton recording thermobalance. 
Analysis? Founds Fe = 19*32^ > ^ 2^6 = 54• 65/^
Calculated for Fe = I9.4O/0 P ^  = 54«87fo.
3.2.4. Discussion.
The compound just described above, Fel^P^^^HgO, is of interest 
since it has not been reported in the literature. It is 
paramagnetic and the magnetic moment determined using the Gouy 
method had a value of 5*3 B.M. It was completely insoluble in 
water, dimethyl formamide and nitrobenzene, and no conductivity 
measurements could be made. The magnetic moment indicates four 
unpaired electrons, and the compound if complex in character would
-48-
3 2be of the outer complex type employing 4S4P 4d orbitals. 
Assuming hypophosphate acting as a bidentate ligand, a possible 
structural formula would be
Fe
,0'2
It was completely stable in air.
~49”
PART 4 
Experimental Results 
4*1. Spectrophotometrio experiments.
4*2. Ion exchange to determine the degree of complex formation.
4*3. The determination of the sign and size of the charge of
the complex species.
4*4. The determination of the stability constants of the 
complexes.
4*5. Phase diagram studies.
4*6. Discussion and conclusion.
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4*1. Spectrophotometrie experiments.
1. Cohalt.
2. Iron (III).
3. Iron (II).
4. Results.
5. Discussion.
4.1.1. Cohalt spectrophotometrio experiments.
Solutions of known concentration of cohalt sulphate, and
tetrasodium hypophosphate or hypophosphoric acid were prepared;
Mixtures were then made containing varying proportions of metal
and hypophusphate. The optical densities of these solutions
were measured at various wavelengths with a Unicam S.P. 600
Spectrophotometer using silica cells of 1 cm. light path length
and a blank of distilled water. To vary the pH sodium hydroxide
was added. At high pH values cohalt hydroxide was precipitated
and the cohalt was kept in solution by the addition of glycine or
47added as a solution of hexamminocohalt (ill) chloride , The 
results are shown in Tables 2 - 7  and graphically in figures 7-16. 
4*1*2. Iron (ill) spectrophotometrio experiments.
The optical densities of solutions of iron (ill) perchlorate 
and hypophosphoric acid of known concentrations and pH were measured 
at various wavelengths as in 4*1*1. Equal volumes of these solutions
-5*1-
were mixed and the optical density of the resulting solution 
measured over the same range of wavelengths. The system was not 
studied in any detail since the spectrum of the iron (ill) solutions 
is extremely sensitive to very small changes in pH. The results 
are shown in Table 8 and graphically in figure 17# The Lambert-Beer 
Law was shown to be obeyed by diluting the iron and hypophosphate 
solution with perchloric acid at the same pH and measuring the 
optical density of the diluted solutions.
4*1*3# Iron (il) spectrophotometric experiments.
Solutions of iron (il) sulphate in dilute perchloric acid and 
disodium hypophosphate in dilute perchloric acid of known concentrations 
and at the same pH were prepared. The optical densities of these 
solutions were then measured over a series of wavelengths, as in 
4*1*1. Mixtures containing varying amounts of iron (il) and 
hypophosphate were then prepared from the two solutions and their 
optical densities measured at various wavelengths. The results are 
given in Tables 9 - 1 4  and shown graphically in figures 18 and 19.
The Lambert-Beer Law was again shown to be obeyed by the individual 
solutions by the method just described.
t
4»1»4. Results,
TABLE 2
Composition of solution 0*146 >M V
0*146 M CoSO^,7H20 pH 0*92
Volume 
of Co (ml,)
Volume of 
acid (ml,) °-D‘ at 50002 5100?i 52002 55002 540oS
22.5 2.5 0.605 0.642 0.635 O.564 0.447
20.0 5*0 0.534 0.579 0.572 0.510 0.409
17*5 7*5 0.468 0.505 0.503 0.454 0.565
15*0 10.0 0.403 0-438 0.438 0.596 0.524
12.5 12.5 0.340 O.368 0.570 0.537 0.275
10.0 15*0 0.270 0.295 0.295 0.272 0.222
7*5 17*5 0.208 0.228 0.229 0.211 0.173
5*0 20.0 0.139 0.154 0.154 0.143 0.117
2.5 22.5 0.068 0.074 0*074 0.068 0.056
See also figures 7 - 12,
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TABLE 3 
1:1 mixture in Table 2.
Wavelength mjji O.D. Wavelength m[i O.D. Wavelength mja O.D.
380 0.036 430 0.072 510 0.374
585 0.034 435 0.085 520 0.374
390 0.033 440 0.103 530 0.340
395 0.035 445 0.126 540 0.278
400 0.035 450 0.151 550 0.207
405 0.035 46O 0.208 560 0.145
410 0.038 470 0.250 570 O.O96
415 0.043 480 0.279 580 O.O63
420 0.048 490 0.306 590 0.043
425 0.058
00
0.343 600 0.036
See figure 13.
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TABLB 4
Composition of solutions 0.05M CoSO^^HgO
0»011M hypophosphate composed of 
saturated Ha^H^r^O^. 6^0 and 
hypophosphoric acid pH 5*0
Wavelength mp O.D. Wavelength mp O.D. Wavelength mp O.D.
380 0.026 460 0.154 540 0.209
390 0.023 470 0-182 550 0.163
400 0.025 480 0.205 560 0.122
410 0.029 490 0.226 570 0.089
420 0.037 500 0.247 580 0.067
430 . 0.055 510 0.265 590 0.056
440 0.076 520 0.264 600 0.048
450 0.113 550 . 0.241 610 0.047
See figure 13.
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TABLE 5
Composition of solutions 0»05M CoSO^.711^ 0 pH 10*71
excess glycine present.
Wavelength mp O.D. Wavelength mp O.D. Wavelength mp O.D.
380 0.985 450 0.542 540 0.672
385 1.041 460 0.573 550 0.552
390 1.065 470 0.623 560 0.454
395 0.944 480 0.688 570 0.435
400 0.940 490 0-760 580 0.333
410 0.880 500 0.792 590 0.295
420 0.645 510 0-783 600 0.263
430 O.562 520 0.740 610 0.235
440 0.530 530 0.719 620 0.216
See figure 14.
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TABLE 6
Composition of solutions 0.033M CoSO^.THgO
0.0147M .lOHgO pH 10.71
excess glycine present
Wavelength mp O.D. Wavelength mp O.D. Wavelength mp O.D.
380 0.639 450 0.340 540 O.468
365 0.661 460 O.369 550 O.403
390 0.639 470 0.396 560 O.338
395 0.602 480 0.437 570 0.288
400 0.559 490 0.487 580 0.250
410 0.471 500 O.516 590 0.222
420 0.393 510 0.519 600 0.201
430 , O.348 520 0*507 610 0.181
440 O.330 530 0.497 620 0.168
See figure 14.
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TABLE 7
Composition of solutions 0.1M Co(KB^)^ J Cl^ pH 7*0
Wavelength mp O.D. Wave1ength mp O.D. Wavelength mp O.D.
570 0.155 450 0.409 530 0*144
580 0.095 460 0*497 540 0*087
390 0.069 470 0.548 550 0*053
400 0.080 480 0.550 560 0*033
410 0.113 490 0*502 570 0*021
420 0*166 500 O.4I8 580 0.016
430 O.234 510 0.320 590 0.011
440 0*317 520 0.225 600 0.007
See figure 15
TABLE 8
Composition of solution 0.025M Na^PgOg.lOHg
0.075M [co(NH5)6]ci
0
pH 7*0
3
Wavelength mp O.D. Wavelength mp O.D. Wavelength mp O.D.
370 0*140 450 0.314 530 0*119
380 0*087 460 0*372 540 0*079
390 0*068 470 0.412 550 0*052
• 400 0.074 480 0*415 560 ' 0.038
410 0*098 490 0*382 570 0.030
420 0*135 500 0.325 580 0*025
430 0*186 . 510 0.251 590 0*020
440 0*248 520 0.180 600 0.017
See figure 15
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TABLE 9
Composition of solutionsi 0.108M Fe(ClO^)^ + HCIO^ pH 0*58
0*11M H4P206 pH 0.58
Wavelength mp O.D. Fe(C104)3 O.D. H ^ O.D. lsl mixture
290 0.508 0.046 2.070
300 0.268 0.040 1.516
310 0.114 0.045 1-173
320 0.094 0.042 0.845
330 0.074 0.031 0.615
340 0.049 0.033 0.450
350 0.041 0.030 O.3I8
360 0.035 0.026 0.205
370 0.024 0.019 0.140
380 0-018 0.015 0.096
390 0.016 0.015 O.O67
400 0.015 0.016 0.044
410 0.018 0.017 0.035
420 0.013 0.013 0.027
See figure 16.
figure 16
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TABLE 10
Composition of solutions: (a) 0.0507M NagHgPgOg^HgO 1*15
(b) 0.0513M PeS04.7H20 pH 1.15
Volume 
(a)(ml,)
Volume 
(b)(ml.) O.D, at 3ooo2 30252 30502 31002
15 0 0.260 0.260 0.258 0.250
16 4 0.233 0.225 0.218 0.206
10 5 0.229 0.221 0.214 0.198
10 10 0.219 0.212 0.205 0.189
5 10 0.201 0.200 0.194 0.182
4 16 0.152 O.I64 0.171 0.170
0 15 0.084 0.080 0.078 0.073
See figure 17.
TABLE 11
Composition of solution: 0.0507M Na2H2P20^,6H20 pH 1*15
Wavelength mp O.D. Wavelength mp O.D.
280 0.106 305 0.078
285 0.100 310 0.073
290 0.093 315 0.070
295 0.087 320 0.065
300 0.084
See figure 18,
.72.
TABLE 12
Composition of solution: 0.0513M FeSO^.THgO pH 1.15
Wavelength mp O.D. Wavelength mp O.D.
280 0.263 305 0.269
285 0.252 310 0.262
290 0.255 315 0.250
295 0.261 320 0.232
500 0.268
See figure 18.
TABLE 13
Composition of solution: 0*0253M Na2H2P206.6H20
0.0256M PeSO .7H20 pH 1.15
Wavelength mp O.D. Wavelength mp O.D,
280 0.299 305 0.205
285 0.277 310 0.189
290 0.255 315 0.175
295 0.237 320 0.161
300 0.219
See figure 18.
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4*1*5* Discussion.
There is no indication of complex formation in the cobalt (il)- 
hypophosphate system, since the Lambert-Beer Law being obeyed, 
there is a linear relationship between optical density and mole 
fraction (figures 7 - 11) I furthermore, there is no shift in the 
cobalt (il) peak at 515 mp at either pH 0*92 or 5*0 (figures 12 and 
13).
The above conclusions also hold for the cobalt (il)-glycine- 
hypophosphate system at pH 10*71 (figure 14) and the hexammino- 
cobalt (ill) chloride-hypophosphate system at pH 7*0 (figure 15), 
in fact, curve I is related to curve II by a dilution factor of 
0*6 in figure 14 and by 0*75 in figure 15 respectively. Hence 
there is no evidence to suggest any complex formation between cobalt 
and hypophosphate.
For the iron (ill)-hypophosphate system at pH 0«58 (figure 16) 
there is evidence of complex formation in solution. The theoretical 
spectrum for a 1:1 mixture of the two individual solutions is the 
mean of the values for curves I and II and lies between these curves. 
However, the actual spectrum obtained is as shown in (curve III),
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Obviously, therefore, the ferric hypophosphate complexes in solution 
absorb far more radiation over the range studied than their individual 
components.
There is also evidence of complex formation in the iron (il) 
hypophosphate system. In figure 18, curves A and D are the 
absorption curves for the iron (il) and hypophosphate solutions alone,
C represents the theoretical curve for no reaction in solution.
However, the practical curve B obtained in no way coincides with C; 
thus, there must be a reaction between iron (il) and hypophosphate 
in solution. This is further exemplified by figure 17 which shows 
that the iron (il.) -hypophosphate mixtures do not obey the Lambert- 
Beer Law, there being a distinct deviation from the linear relation­
ship expected when there is no interaction in solution.
Ion exchange.
Throughout the ion exchange work only batch techniques were used 
and it was found that a fairly large bead size was required, since 
smaller beads tended to float on the surface of liquids and had a 
tendency to stick to the sides of vessels making transference difficult 
when separating resins from the solutions.
The resin used for the cation exchange work was Zeo-Karb 225 with 
approximately 10'fo cross-linking, sieved to 20-40 mesh, and the resin 
used for the anion exchange work was De Acidite FF, 3-5^cross-linked and
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sieved to 20-40 mesh. The exchange capacity of both of these 
resins is independent of pH over a wide range. To eliminate any 
errors due to differences between individual batches of commercial 
resins, all samples were taken from the same batch and weighed at 
the same time.
4*2. Ion exchange to determine the degree of complex formation.
(1) Preparation of cobalt (il) and iron (ill) form resins.
(2) Preparation of iron (il) form resin.
(j) Batch experiments.
(4) Discussion and results.
4.2.1. Preparation of cobalt (il) and iron (ill) form resins.
About 50 g. of cation exchange resin was first washed by 
decantation with molar hydrochloric acid and then transferred to a 
column. The column was then eluted with molar hydrochloric acid 
to remove the iron, which is present as impurity in appreciable 
quantities in commercial resins. When the effluent gave no colour 
with thiocyanate it was given a preliminary washing with distilled 
water. ©he batch was washed with water until free from chloride, 
air dried and stored in an air tight container. The other batches 
were converted to the various forms by passing an excess of a 0*1M metal 
chloride solution through the column. In the case of iron(ill) the solution
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was acidified with a small volume of dilute hydrochloric acid to 
prevent hydrolysis. The resins were then washed free from excess 
metal with water, filtered off at the pump, air dried, sieved and 
stored in an air tight container. The hydrogen capacity of the resin 
was determined by eluting 0*5 g. samples with molar hydrochloric acid, 
washing free from acid with water and titrating the samples in 
suspension in water with standard N/lO sodium hydroxide solution in 
the presence of excess sodium sulphate, using phenolphthalein as 
indicator.
4*2*2, Preparation of iron (il) form resin.
Preliminary experiments showed that resins in the iron (il) form 
are unstable in air, turning rapidly dark red to the iron (ill) form.
The cation exchanger was, however, converted to the ferrous form in the 
absence of air using the vacuum line shown diagrammatically in figure 19 
The apparatus was constructed in pyrex glass and all joints and taps 
were sealed with silicone grease. When dry the resin could be kept 
for about three hours in air without change.
The resin was contained in a column A, fitted at either end with 
ground glass joints. Any traces of oxygen present in commercial 
"oxygen free" nitrogen were removed by passing the gas first over heated 
copper and copper oxide, and bubbling through chromous chloride solution 
Finally, the gas was dried by bubbling it through concentrated sulphuric 
acid and passing it up a column containing magnesium perchlorate.
to 
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figure 19 apparatus for preparation of ironGH.) resin form. -77-
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0 = 1
A 0•1M ferrous sulphate solution was prepared and acidified 
with a few drops of dilute sulphuric acid. Sulphur dioxide was 
bubbled through to reduce any iron (ill) present, and the solution 
then boiled free of sulphur dioxide and allowed to cool in an 
atmosphere of nitrogen. In figure 19 taps D, F, G, L, N, 0 were
opened and B, C, E, H, I, J, K, P, Q shut and the apparatus was 
evacuated. L was then shut and D, F, G, H, I were opened so that 
nitrogen filled the apparatus. When the internal pressure was 
atmospheric, as indicated by the manometer, taps E and K were opened.
This procedure was repeated three times so that the whole apparatus
was flushed free of oxygen. The vessel M was then filled with the
ferrous sulphate solution. Taps E and G were closed so that
nitrogen bubbled through the solution. This removed any oxygen
which may have entered the apparatus whilst filling it. With taps
C and D closed and G and P open the pressure of nitrogen forced the
ferrous sulphate solution along the tube connecting M to A and thus
down the column of ion exchange resin. When vessel M was empty,
taps II and 0 were converted to the iron (il) form, washed with boiled
distilled water which had been allowed to cool in an atmosphere of
nitrogen, using the procedure above and dried under vacuum in the apparatus.^
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4*2*3* Batch experiments,
50 ml. samples of hypophosphoric acid at various pH values 
were pipetted into 250 ml. conical flasks and 0*5 g. samples of 
the metal form cation exchanger added. In the case of iron (il) 
nitrogen was bubbled through the solutions. The flasks were 
then closed with rubber bungs and left either for one week at 
room temperature (22° +2°) with occasional agitation or shaken 
on a mechanical shaker for four hours to reach equilibrium, 
preliminary experiments having shown that equilibrium was reached
in these times.
K.
On reacing equilibrium the resin and solution were separated 
rapidly by filtration at the pump and the resin washed with water. 
The metal remaining on the resin was eluted with molar hydrochloric 
acid and the eluate analysed using E.D;T,A. for cobalt (il) and 
bathophenanthroline for iron (2*1). The metal present originally 
was calculated by determining the hydrogen capacity of the resin 
as previously described (4*2*1).
The procedure just described was repeated but with perchloric 
acid instead of hypophosphoric acid. Graphs were then drawn of 
percentage metal removed from the resin against pH for the two 
acids and the various metals used.
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4*2*4. Results and discussion.
(a) Removal of cobalt (il) from resin.
TABLE 14
ILPo0,. io metal removed 4 2 6 ' pH HCIO^ °fo metal removed pH
26*4 1*12 22*7 1*15
35*4 1*02 26*7 1*00
37*2 0.92 35*0 0*85
44-7 0*80 39*8 0*75
53-2 0.72 47*7 0*65
57*3 0*57 49*7 0*55
62*9 0*50 55*0 0*45
64*1 0*42 58*1 0*35
66.6 0*35 63*8 0*32
Capacity of resin 3*21 m.equiv./g,
(b) Removal of iron (ill) from resin.
Precipitation occurred at all pH values with hypophosphoric acid.
figure 2 0  removal of cobalt(fl)from resin. -81-
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(c) Removal of iron (il) from resin.
TABLE 15
H4P2°6 v/o metal removed pH HC10. io metal removed 4 '
pH-'
33-8 1.02 22.5 1.08
46*8 0*86 27*0 0.98
50.3 0.81 33*1 0.87
62.0 0.65 37-5 0*78
70.4 0.55 44*3 0.65
77*2 0.45 47*9 0.53
83*1 0.37 50.0 0.40
Capacity of resin 3*21 m. equiv,/g.
Discussion.
The results are shown diagrammatically in figures 20 and 21.
It appears that if any complexing of cobalt (il) with hypophosphoric 
acid occurs, then the complexes formed are not particularly stable. 
The complexing of iron (il) is hdwever quite marked, especially at 
low pH values. Precipitation occurred at all values of pH with 
iron (ill) since ferric hypophosphate is only very slightly soluble 
in hypophosphoric acid and no information concerning the degree of 
complex formation can thus be gained using this procedure.
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4«3. The determination of the sign and size of the charge of
the complex species.
(1) Preparation of complex solutions.
(2) Preparation of ion exchange resins.
(3) Batch experiments.
(4) Results.
(5) Discussion.
Previous results afford evidence of complexing between 
hypophosphoric acid and iron (il) and (ill), but little, if any, 
with cobalt (il). The following series of batch experiments ?<rere 
performed to yield positive information as to the sign and size 
of the charge on the complex species in solution. They served 
also to confirm the previous qualitative results described in 
sections 4*1 and 4*2.
4*3*1. Preparation of complex solutions.
Solutions of hypophosphate and metal used were prepared as 
follows:-
(a) Cobalt (II)5 cobalt hypophosphate (3*2) was dissolved in 
hypophosphoric acid solution, the salt being extremely soluble.
(b) Iron (il)? to prevent any oxidation a solution was prepared 
by eluting a cation exchange resin in the iron (il) form with 
hypophosphoric acid solution in an atmosphere of nitrogen, using the
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technique described, earlier (4*2).
(c) Iron (ill)^  Iron (ill) hypophosphate is only slightly
soluble in hypophosphoric acid solution. A solution for the
batch experiments was prepared by shaking a hypophosphoric acid
solution with excess iron (ill) hypophosphate and filtering.
4*3*2. Preparation of ion exchange resins.
The cation exchange resin was prepared in the hydrogen form,
washed and dried and the exchange capacity determined as described
in section (4*2*1).
The anion exchange resin was first cleaned by decantation with
1M hydrochloric acid, transferred to a column and washed with water
until free from chloride. Passage of 1M sodium hydroxide solution
through the column converted the resin to the hydroxide form after
which it was washed with boiled out distilled water until a neutral
effluent was obtained; the resin was then converted to the
hypophosphate form by treatment with hypophosphoric acid at the
same pH as required for the batch experiments. Since the resin
was initially in the hydroxide form, the effluent obtained in this
preparation was a weaker but uncontaminated hypophosphate solution
and could be used further in the preparation of more hypophosphoric 
3 .1.
acid (4<2”). The resin was washed free of the hypophosphate with 
boiled distilled water, filtered off at the pump and air-dried.
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It was necessary to determine the capacity of the resin for
chloride ions. However, consistent results could not be obtained
by eluting directly with 1M hydrochloric acid, lg. samples of the
hypophosphate form resin were therefore eluted first with 1M sodium
hydroxide, given a preliminary washing with water and then eluted
with excess 1M hydrochloric acid and washed free from excess chloride
with boiled distilled water. This procedure converted the resin
completely to the chloride form. The resin samples were then eluted
completely to the chloride form. The resin samples were then eluted
with 1M sodium nitrate solution and the chloride present in the
effluent determined gravimetrically by precipitation as silver
chloride with silver nitrate solution^.
40*3. Batch experiments.
Aliquots of the complex solutions (50 ml.) of known concentration
were pipetted into 250 ml. conical flasks and samples (l g. of the
hypophosphate form anion exchanger or samples (0*5 g.) of the hydrogen
form cation exchanger added. The flasks were then closed with
rubber bungs and left for one week with occasional shaking or for four
hours on a mechanical shaker (4*2) at room temperature (2 3 + 2°) to
reach equilibrium. Blank experiments were also performed with the 
of
same concentration but in the absence of the metal ion. When
A
equilibrium had been established the resin and solution were rapidly
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separated by filtration at the pump and the resin washed with 
water. It was then eluted ?;ith excess 1M nitric acid and the 
amount of metal and hypophosphate originally present determined by 
analysing the effluent using the techniques described previously 
(2-4).
All experiments were carried out below pH 1, since only with 
such acid conditions could reasonably concentrated solutions of 
iron (II) and iron (ill) hypophosphate be prepared. The results 
obtained are given in tables 16 - 18.
40.4. Results
Cobalt (il) system? H+ capacity of cation exchanger =4*01 m.eq./g.
Cl” capacity of anion exchanger = 2*58 m.eq./g.
TABLE 16
pH Solution? 
m. moles
Co2+/l
Solution: 
m. moles
P2°64/l
Anion exchange Cation exchange
m. moles m, moles ' m. moles m. moles
Co2* sorbed/ soTbed/Po^+ sorbec/jR00£^”sorbec/
u resin ! ;. resin ?. resin
2 6 
g. resin
0.68 
0.68 
1*58 
1* 58
94-2
18.6
438
438
35*2
35-2
Nil
Nil
2.08
2.11
1.24
1.23
1.28
0.84-
Nil
Nil
Nil
Nil
Cobalt (II) analysed potentiometrically (3*4).
Iron(ll) systems H* capacity of cation exchanger = 4*01 m.eq./g.
Cl capacity of anion exchanger = 2*74 m.eq./g. 
TABLE 17
pH Solutions 
m. moles 
Pe2+/l
Solutions 
m, moles
P2°64'A
Anion exchange Cation exchange
m. moles 
Fe2* sorbed/ 
g. resin
m. moles 
PgO^^sorbed/ 
g. resin
m. moles 
Fe2* sorbec/ 
g. resin
m. moles 
P^O^” sorbed/ 
g. resin
0.82 0*0207 0.205 0.670 2.54 0.502 Nil
0.82 - 0.205 - 2.02 - Nil
O.96 0.00817 0.116 0.119 2.24 0.374 Nil
O.96 - 0.116 - 1*97 - Nil
4* jIron (ill) systems H capacity of cation exchanger = 4*01m.eq,/g.
Cl” capacity of anion exchanger = 2*74 m.eq./g.
TABLE 18
pH Solutions 
m. moles
Fe5+/l
Solutions 
m. moles
p2°64'A
Anion exchange Cation exchange
m. moles 
Fe^+ sorbed/ 
g. resin
m. moles
PgOg^sorbed/
g. resin
m, moles 
Fe^+ sorbed/ 
g. resin
n. moles 
4-P^O^ sorbec' 
g. resin
0.63 3.70-10^ 0.463 0.115 2.27 0.074 Nil
0.63 - 0.463 - 2.12 - Nil
O.96 1.21-105 0.110 0*128 2.16 0.037 Nil
O.96 - 0.110 - 1.98 - Nil
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From these results it appears that there are no hypophosphate 
complexes in the cohalt (il) solution, either anionic or cationic and 
no cationic complexes with iron (il) or iron (ill) and hypophosphate.
Now for equation 5> page 19 , section 2*2*2. vizi
1 = Nm £ a(x-z)-m-y j - zliy for the anionic complex 
and for example the ferrous system at pH 0*82.
N^ = moles of metal/equivalent of exchanger = 0*670/2*74 = 0*245 m* moles/
equiv.
N^ = moles of ligand/equivalent of exchanger =2*54/2*74 = 0*927 m, moles/
equiv.
m = charge on the free metal ion = 2 for iron (il).
z •= mean charge on the free ligand sorbed = 2*74/2*02 = 1*56. This
2-indicates sorption of a mixture of H^P^O^ together with 
with the former ion in a slight excess, 
x = basicity of the acid = 4 for hypophosphate.
a = number of ligand groups associated with one atom of the metal, 
y = number of protons in the complex.
Hence, using these values and assuming values for !a', possible 
values of 'y1 and (ax-y-m), the charge on the complex, are given. Such 
results are shown in Tables 19 and 20.
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TABLE 19
Iron (il) system, anion exchange.
•JE = 1*36 pH = 0*82 iy = 0.245 m.moles/equiv. = 0*972 m.moles/equiv.
a y  ax-y-m
1 2.56 0
2 5*19 0*81
3 7*78 2*22
2 = 1*39 pH = 0*96 = 0*0697 m.moles/equiv. = 0*818 m.moles/equiv.
a y ax-y-m
1 2*04 0
2 5*06 O.94
3 7-79 2*21
TABLE 20
Iron (ill) system, anion exchange.
3c = 1*29 pH = 0*63 Njj = 0*0420 m.moles/equiv. = 0*828 m.moles/equiv. 
a y ax-y-m
1 1*48 0
2 4*09 0*91
3 6*86 2*17
* = I.39 pH « O.96 = 0*0467 m.moles/equiv. = 0*788 m.moles/equiv,
a y ax-y-m
1 1.64 0
2 4*17 0.83
3 6*88 2*12
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4*3*5* Discussion,
There is no evidence indicating cationic complex formation 
between cobalt (il), iron (il) and (ill) and hypophosphate, since 
no sorption of hypophosphate was detected in the cation exchange batch 
experiments. Also, since no cobalt (il) was detected on the anion 
exchanger at equilibrium, anionic complexes of cobalt (il) and 
hypophosphate seem doubtful. However, the results indicate the 
existence of anionic complexes in solution for both iron (il) and 
iron (ill).
Since all studies, were carried out below pH 1, only the first
— 2*2two ionisation constants of hyphosphoric acid i.e. = 10”
*-2*8= 10” * are effective. This means that the only ionic species
of the acid present to any extent in solution are H^P^O^" and 
2-
HgPgOg . This assumption is justified, since the maximum value 
of s, the mean charge on the free hypophosphate sorbed on the resin
3-
is 1«59 and HP^Og and need only be considered if s were greater
Hence, for the iron (il) system, assuming that the hypophosphate 
ion is acting as a bidentate ligand, the possible anionic complexes are
than two
when a = 1 no possible complexes.
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and for the iron (ilj) system,
when a = 1 no possible complexes,
a = 2 (i)[FeH lJ -
a = 3 (ii )[FeH6L3t* ( iii )[PeH7L31 “
(iv)[FeH8L^ T.
Consider first the iron (il) system, when a = 1 the calculated 
charge is less than zero at both pH values and no complexes are permissible. 
When a = 2 y = 5*19 ^  5,*'00 ax-y-m = 0.81 1 at pH 0*82
y = 5.06 *  5.00 ax-y-m * 0*94 1 at pH O.96
These values correspond to complex (ii^FeH^L 7  i.e. [pe(HjP206)(H2P206)]- 
When a = 3 y = 7.78 8.00 ax-y-m = 2*22 ^  2*00 at pH 0*82
y = 7*79 ^  8.00 ax-y-m = 2.21 ^  2.00 at pH O.96 
corresponding to complex (iv)[FeHg L^-i.e. [pe(H5P206^H2P206) J 2-.
These results could also be interpreted as a mixture of complexes (iii) 
and (iv)[FeHQL^f’" and^FeH^L^*’ with the former in excess in solution. 
However, at low pH values, [FeH^L^“ having a relatively high negative 
charge would readily reduce this charge by the capture of a proton 
from the solution. Hence[FeH^L^f" will only be present in solution 
to a very small extent.
For the iron (ill) system when a = 1 the calculated charge is less
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than zero at both pH values and no complexes are possible.
When a = 2 y * 4.09 ^  4 ax-y-m = 0*91 - 1 at pH 0*63
y = 4*19 * 4 ax-y-m = 0.83 - 1 at pH O.96 
These values are consistent with complex (i) i«e. £Fe(H2P20g)2"J 
when a = 3 y = 6*83 * 7*00 ax-y-m = 2.17 - 2.00 at pH O.63
y = 6*88 ^  7*00 ax-y-m = 2*12 2*00 at pH 0*96,
These values correspond to complex (iii)[FeH^ L^ f"’ i.e. [■Fe(^ 2'^ 2^ 6^ 2
(h p 0 ) I' 3 2 6'J , As for the iron (il) system these results could also
be interpreted assuming a mixture of (ii) and (iii)£FeHyL^f" and 
[FeHgLjT and for similar reasons we neglect the latter.
Summarising, therefore, we have for the iron (il) and hypophosphate, 
the following complexes in solution below pH Is-
[Fe(H3P206)2(H2P20g)] 2- and [ p e ^ r ^ ^ O g ) ]  "
and for iron (ill)
F^e(H2P20^)2 J and j^e(H2P2 ° 6 ^ S3P2°6^  ]
It is perhaps worth noting that the ion exchange experiments only 
show the absence or presence of charged complex species and give no
indication of any neutral species which may be present in the solution.
2 -Assuming the ions H^PgO^ and HgPgOg , the effective ligand groups, some 
suoh neutral species might exist as well as the anionic complexes 
discussed above and this possibility is taken into account in a later 
section.
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4*4. The determination of the stability constants of the complexes.
In sections 4*1 and. 4*2 evidence is given of complexing of 
iron (il) and iron, (ill) with hypophosphate, hut none with cobalt (il). 
Section 4*3 gives the sign and size of the charges of the iron 
complexes and hence their formulae, The stability constants of these 
complexes were determined using the ion exchange procedure described in 
2*3. with solutions containing iron as a trace component in a large 
excess of perchloric acid or sodium perchlorate-perchloric acid 
mixture and varying amounts of hypophosphate.
4*4*1. Determination of the stability constants of the iron(U^iypophosphate 
system,
(a) Preparation of ferric perchlorate.
(b) Batch experiments.
(c) Results and calculations,
(d) Discussion,
4.4.1b. Preparation of ferric perchlorate.
A decinormal sodium hydroxide solution was added to excess ferric
chloride solution and the precipitate of ferric hydroxide was filtered
off and washed free of chloride with hot water. The residue was dissolved 
in normal perchloric acid and the solution evaporated to small volume 
on a hot plate. On cooling, pale lavender crystals of Fe^lO^.xH^O
were obtained. The crystals were filtered off through a G.4 sintered
glass crucible, sucked as dry as possible and washed with ice-cold water. 
They were hygroscopic and hence the value x in the above formula was 
indeterminate.
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4*4*lb. Batch experiments.
A solution of hypophosphoric acid in dilute perchloric acid at 
known ionic strength, pH and concentration of hypophosphate was 
prepared, A Blank solution at the same ionic strength and pH, hut 
containing no hypophosphate was also prepared. The hatch sample 
of hydrogen form cation exchange resin was cleaned and generated 
as described in 4*2*1 and stirred with an excess of the blank solution.
This ensured that constant ionio strength was maintained throughout 
the series of hatch experiments. The resin was then separated from 
the solution, washed and air dried. Various aliquots of the hypophosphate 
solution were measured from a burette into 250 ml, clean, dry, conical 
flasks* 1 ml, of ferric perchlorate solution containing a known 
quantity of iron was then added. finally, sufficient blank solution 
was added from a burette to give a final total volume of solution of 
50 ml. Thus a series of solutions at constant ionic strength and pH 
and varying in hypophosphate concentration was prepared, 0*5 g. 
samples of the hydrogen form cation exchange resin were then added 
to the solutions and the flasks tightly stoppered with rubber bungs.
i
The solutions were then shaken for four hours on a mechanical shaker 1
to reach equilibrium, previous experiments having shown that j
equilibrium was reached during this time. The equilibrated solutions j
I
were drawn off with a pipette and analysed spectrophotometrically for
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total iron using bathophenanthroline. The pH was checked carefully 
but no change was noted.
The value of the swelling factor d (see p. 2.2) was determined 
by equilibrating 25 ml. of N/lO hydrochloric acid with 0*5 g* of the 
resin and measuring the final acidity of the aqueous phase. It was 
found that the value of d was always greater than 0*995 and hence its 
value was taken as unity throughout the calculation.
In some cases, in order to vary the ionic strength, disodium 
hypophosphate was used for the ligand solution in place of hypophosphoric 
acid. In these cases constant ionic strength was maintained by the 
addition of an equivalent calculated amount of sodium perchlorate to 
the blank solution. The sodium perchlorate was dried at 110° for 
12 hours before use, so that a salt of known composition was obtained. 
4.4.IC. Results and calculations.
For the two ferric hypophosphate complexes specified in 4*5«5» 
equation 24 (2.2.5) becomess
A - A / l V f t J g l f  )  ( b
V ] f 2a HH+)f2 0,3
Where |3^ is the stability constant for the reaction 
Fe3+ + 2H2P2062- ^  [*e(H2P206)2] "
and stability constant for the reaction
“ 2-Pe> + 2H2P2062- + HjP206- ^ Pe(H2P2°6)2(H5P206)
and hence the above equation is of the form of equation 25 (2*2«3)
where 2 v2
A - 0 !
and B = pg
/ ru y — ) = YPi d) for Y - ( r w ~
\[H+Jf2a/
Kp \ 1 1 / K„
rpr—  H  = Pp2 d )  for z = T  F V i
Jh J f 2 / aJ 2 a5 \ [H+
2_
'f,
f  ,2 Kp \
a =(   + 1 + ■ r"~r-—  ) equation 14 (3*2»3).
K B f2
F ]
Hence, by the method of least squares, values for A and B are obtained, 
p^ and p^ may then be evaluated by substitution in (l) and (2), since 
these two equations now contain constants which are known or can be 
evaluated for the system, C in equation 24 (2*2»3) refers to the 
concentration of free hypophosphate and since only small quantities 
of metal were present in solution the concentration of free hypophosphate 
was taken as the total hypophosphate concentration. The results 
obtained are given in tables 21 - 25.
-98-
TABLE 21
C moles/l.io"2 A .-*10” 2 1
0*636 0*262
1.272 0*526
2.544 0*821
3*180 1*11
4*452 3*85
5*724 7*11
-4pH = 0*63 I = 0*120 Initial iron concentration 2*91 x 10 molar.
Volume of solution 50 ml. Weight of exchanger 0*5 g.
A = 6*42 x 10“4 E(A. - A )C2 = 3*30 x 10“4 E(A. - A )C5 = 1*70 x 10"5 o ' 1 O7 v 1 07
EC4 = 1*614 X 10“5 • E<?? = 8*33 X 10"7 • EC6 = 4*42 x 10"8
- 0.834 f2 - 0.485 « lo'2'2 K2 =10_2B
[h+J= 0.234
Hence
A = 3*120 x 10’4 Y = 2*668 x 10"7 log = 11*07
B = 1.123 x 10"4 Z = 9*910 x 10"9 log p2 = 12.05
Figure 22 shows the practical, points obtained and the curve is that 
obtained by solving the equation for A^ for values of using the above 
values of A and B.
or
figure 22 - 9 9 -
8.0
O 1.0 2 0  3 0  4 0  SO 60
C  moles/1 . IO"2
- 100.
TABLE 22
C moles/l.lO"’2 -2A, * 10 1
0.1805 0.0499
O.36I 0*112
0.722 0.282
1.083 0*378
1*444 0.603
1.805 0.885
2.166 1.30
2.527 1.68
2.888 2.26
3*249 3.02
pH = O.96 I = 0*055 Initial iron concentration 8*91 x 10~4 molar.
Volume of solution 50 nil. Weight of exchanger 0«5 g.
A ' = 3.075 x 10~4 S(Ai - Aq)C2 = 7*08 x 10"5 2(A± - Aq)C5= 2.018
SC4= 2-589 x
V£>1O1—1 SC5 = 7*351 x 10'8 SC6= 2*137
f2- 0.873 f2 - °
CO/ Tr iA-2» 2 -r -2*8.584 =10 K2 =
0.1096
Hence A = 7.089 x 10~4
/r
Y = 3*499 x 10 log p = 10.31
,-9
B = 6.J74 x 10“5 Z = 2.640 x 10"7 log P2 = 12.38
Figure 23 shows the practical points and the curve obtained by solving 
the equation for A^ , assuming values for C, with the values of A and B 
above.
JOT
figure 23 -101-
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TABLE 23
Hypophosphate added as disodium salt.
C moles/l.lO“2 -2A. . 10 1
0*20 0.113
O.4O 0.250
0*80 0.693
1*00 1*38
1*40 2.43
pH = 0*90 I = 0*10 Initial iron concentration 2*4-0 x 10*"4 molar.
Volume of solution 50 ml. Weight of exchanger 0*5 g.
A = 4*110 x 10~4 2(A. - A )C2 = 6*47 x 10~6 2(A. - A )C5 =8*24 x 10“ 8o v l o i o'
2C4= 5*28 x 10“8 EC5 = 6*72 x 10"10 EC6 *= 8*79 x 10~12
f * 0.837 f2 » 0.516 Kx = 10“2*2 K2 = 10~2'8
0*126
-8 -6
Hence A = 2*924 x 10 Y = 2*666 x 10 log j3^ = 11*04
B = 4*526 x 10**5 Z = 1-781 x 10~7 log (32 = 12.41
Figure 24 shows the practical points and curve obtained by solving
the equation for Ai assuming values for G and the values of A and B above.
figure 2 A 
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TABLE 24
Hypophosphate added as disodium salt.
C. moles/l.lO”2 -2A., 10 1
0.20 0.158
0.40 0.545
0.80 0.692
1.00 1.50
1.40 5*29
1.80 5*67
pH = 0«90 I = 0.0875 Initial iron concentration 2*40 x 10 4 molar.
Volume of solution 50 ml. Weight of exchanger 0*5 g.
Aq = 5*55 x 10"4 2(A - Aq)C2 = 2.655 x 10”5 2(A± - Aq)C5 = 4.558 x 10~7
SC4= 1*578 x 10“7 SC5 = 2.562 x 10“9 EC6 = 4*281 x 10”11
js+j= 0.126 f± = 0.852 fg = 0.525 Kx = 10“2*2 K2 - 10“2*8 
A - 2.97 x 10~5 'JY = 2*587 x 10~6 log 0 = 11.09
B = 1.08 x 10“7 Z = 1.545 x 10”7 log |32 = 15*88
see figure 25.
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TABLE 25
Hypophosphate added as disodium salt.
C. moles/l.io”2
CM1O1—1•H
<3
0*20 0*235
0*40 0*817
0*80 1*825
1.00 2*02
1*40 3*21
1*80 7*2 8
pH = 0*90 I = 0*113 Initial iron concentration 2*40 x lO"’4 molar. 
Volume of solution 50 ml. Weight of exchanger 0*5 g.
Aq = 3*00 x 10"4 z(Ai - Aq)c2 = 3*30 x 10“5' s(A1 - Aq)c5 = 5.397 x 10“7 
ZC4= 1*578 x 10~7 EC5 = 2*562 x 10~9 EC6 = 4*281 x 10"1
£h+]« 0*126 f± = 0*840 f2 = 0*500 Kx = 10“2*8 K2 = 10“2*8
Hence A = 5*44 x 10”5 Y = 2*786 x 10~6 log p = 11*29
B = 9*44 x 10"6 Z = 1*846 x 10“7 log p2 = 13*70
See figure 26.
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4*4•2. Determination of the stability constants of the iron (il)
4*4*2a. Preparation of iron (il) hypophosphate solution.
The solution of iron used for the hatch experiments was prepared 
as described in 4*3*1»
4*4*2b. Batch experiments.
The procedure was exactly analogous to that used in the iron (ill) 
system 4*4,1B. Nitrogen was bubbled through the solutions before 
closing the flasks with rubber bungs to prevent oxidation, Allowance 
was made in the calculations for the hypophosphate added with the 
iron (il).
4»4#2c , Results and calculations.
For the two ferrous hypophosphate complexes specified in 4*3';*>5> 
equation 2^  (^ l-2*3) becomes s-
hypophosphate system.
(a) Preparation of iron (il) hypophosphate system,
( b ) Batch experiments,
(c) Results and calculations,
(d) Discussion,
A = Aq (1 + P3 KgC2 + P4 K2C5 ) 
[H+]f2 [H+]f2
Where {3, is the stability constant for the reaction
-109-and p is the stability constant for the reaction 
4
Fe2+ + 2HjP206- + H2P2052- ^
2 3jyr k9cp
A = * (i + P* r-4— ? + P
0 3 [H+]f2a2 4 [H+]f2a3
The above equation is of the form of equation 25 (2*2.3), where
K2 ^  ^ K2—  9 -W p, for W = — --- -
5 [*V ’ [-1 v
K, K„
B=P„ r4— 7 -V 0. for V = — -
4 r tr"^1 P y. 5 4 f IT^l £ q3
[H1 f2a 0 1 '2
and can be solved by the method of least squares as for the iron (ill) 
system. The results are given in Tables 26 and 27.
In this case since hypophosphate was added with the iron, Aq was 
obtained by extrapolation to C = 0, in order to calculate A and B.
TABLE 26
C moles/l.ICf2 A i.10”2
1.070 1.25
1.257 1*32
1.629 1.52
2.002 1.66
2.374 1*91
2.562 2.05
- 110-
pH = 0*82 I = 0.0756 Initial Fe2+ concentration 5*74 x 10~4 molar.
Volume of solution 50 ml. Weight of exchanger 0*5 g.
Aq = 9*82 x 10~5 S(Ai - Aq)C2 = 1.725 x 10"5 s(A -Aq)C5 = 3.955 xlO"7 
SC4 = 1.023 x 10"6 EC5 = 2.337 x 10"8 EC6 = 5.497 x l510
[K+'\ = 0.151 ^  = 0.8576 f2 = 0.5412 Kx = 10"2*2
K2 = 10-2-8
Hence A * 2.32 x 105 W = 1.238 x 10~4 log p = 7*18
B * 3*78 x 104 V = I.776 x 105 log p =10.10
   4 , .
See figure 27.
TABLE 27
C moles/l.10"2 A i.10"2
1.261 I.09
1.644 1*17
2.410 1.54
3.182 1.86
3.951 2.58
4.401 3*06
figure 27
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pH = 0*96 I = 0*0548 Initial iron concentration 4*29x10 4 molar. 
Volume of solution 50 ml* Weight of exchanger 0*5 g.
Aq = 9*12 x 10"5 S(A - Aq)02 = 8*194 x 10~5 Z(A - Ao)C5=5*271 x 10 
SC4 = 8*202 x 10~6 EC5 = 3*055 x 10~7 2C6=1*251x10'
[H+] * 0*110 fx = 0*871 f2 = 0*577 K1= 10“2*2
k2 = 10“2‘8
Hence A * 2*22 x 105 W = 5*565 x 10”5 log j3_ = 7*25
-6
B = 2*56 X 10^ V = 2*984 x 10 log (34 = 9*45
See Figure 28.
figure 2 8
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4*5* Phase diagram studies.
1. Experimental.
2. Results.
3. Discussion.
4*5*1* Experimental.
Solid ferric hypophosphate Fe^PgOgJ^.SHgO, prepared as described 
in 4*4, was added to hypophosphoric acid solutions (10 ml.) covering 
a range in pH from 0*4 to 1*0 and contained in 20 ml. stoppered 
glass boiling tubes. Sufficient excess of the ferric salt was 
added so that a depth of about 4 cm. of undissolved solid remained 
at the bottom of the tubes. The tubes were partially immersed in 
racks in a water bath, thermostatically controlled at 25 + 0*2°, and 
were then left for six months at this constant temperature to reach 
equilibrium, being shaken vigorously each week. Towards the end of 
this period the mixtures were left to settle for a few weeks so that 
a clear liquid was obtained above the undissolved solid. An aliquot 
of this supernatant liquid was then removed with a small dry pipette, 
transferred to a tared stoppered weighing bottle and weighed. The 
sample was then diluted to a definite volume and analysed for iron 
and hypophosphate.
The remaining mixture in the tube was filtered at the pump and 
as much liquid as possible removed from the residue before analysis
-115-
to obtain a wet residue point on the phase diagram as far from the 
solution point as possible. This was extremely difficult in 
practice since the residue was very colloidal in nature. Both wet 
residues and solutions were analysed for iron and hypophosphate as 
described previously (3*4) and their composition expressed as 
percentages of H^ O, and the percentage of jfatex being
obtained by difference. The results are given in table 28, A 
triangular phase diagram was then constructed as shown in figure 29. 
A smooth solubility isotherm, figure 30, was taken as the criterion 
that equilibrium had been attained.
4*5*2. Results.
TABLE 28
Composition of solid at 25° Composition of solution at 25°
% p2o4 fo Pe^O^ 1o H20 * P2°4
0
C
M
CD * h2o
10*34 2*50 87*16 8.96 0.349 90.69
7*46 1*57 90*97 6*10 0.156 93*74
6*44 1*10 92.46 5.65 0.142 94*21
8.56 1*43 90*01 7*19 0.166 92.64
5.29 0*94 93*77 4*22 0.138 95*64
3*95 1*19 94*86 2*61 0.118 97*27
bd
 
%
o
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figure 29 ferric hypophosphate, hypo phosphoric acid .w ater t 
phase diagram
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figure 30 solubility isotherm of the ferric hypophosphate, 
hypophosphon'c ac’id t water system. -117-
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4*5*3. Discussion.
As can be seen from figure 29, the tie lines meet at a point 
representing 40»0^ Fe^ O^ , 48*0^ ?2^ 4 12*0$> H^ O. This
corresponds very closely to the compound Fe(?20^)^.5H20, the 
original starting material. It was hoped that the complex 
anions shown to be present in solution (4*3) would form insoluble 
compounds with the iron (ill) in solution. However, no such 
phenomenon was observed.
-119-
4*&. feftg lugd qJ>l mil... sgu ssion.
The results obtained for the stability constants of iron (il) 
and iron (ill) hypophosphates are as shown in the table below.
Iron (ill) hypophosphates.
pH I log P1 log P;
0.63 0.12 11.07 12.05
0-96 0.035 10.31 12.38
0.90 0.10 11.04 12*41
0*90 0.087 11.09 13*88
0.90 0.112 11.29 13*70
Iron (II) hypophosphates.
pH I log log ^
0.82 0.076 7.18 10.10
0*96 0.055 7*25 9*43
where the complex species are as follows:-
Pj. is for O ( h 2p 206)2 ]
h  13 for [Fe(H3P206)(H2P2°6)2 ] 2'
Pj is for [pe(H3P2Og)(H2P2°6>]
|34 is for [ F e(H3P2°6)2(H2: 2‘
(I)
(n)
(m)
(IV)
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The values obtained for the constants are in quite good agreement 
with each other, but to assess the accuracy, it is necessary 
to consider the various assumptions which have been made. Two 
sets of experiments were involved, described in section 2»2 and 
detailed results in sections 4*3 and 4*4.
The ion-exchange equilibrium experiments to determine the 
formulae of the complexes involved no assumptions other than that, 
over the pH range used, only the first and second ionization 
stages of the hypophosphoric acid need be considered and that the 
maximum possible ligand to metal ratio was 3*1* Ike justification 
for this latter assumption is discussed in detail later. These 
experiments also showed conclusively that there were no cationic 
complexes present in the solutions.
In the other ion-exchange equilibrium experiments to determine 
the values for the stability constants, the Fronaeus equations were 
modified and simplified by assuming that only simple anionic 
species need be considered, that is, that there were no cationic, 
neutral or polynuclear species present, Polynuclear species are 
discussed later, but almost certainly, these would be insoluble.
It is probably true too that neutral species would be insoluble in 
polar solvents, but it is difficult to prove that these are absent 
experimentally since they are not sorbed by the ion-exchanger.
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If, however, they did exist, then since only the loss of one
proton is involved, it is reasonable to expect that the singly
charged complexes representing the half-way stage between the 
neutral species and II and IV should also exist,
Fe3+ [Fe(H3P206)2(H2P20g )] ' 00
Fe2+ [Fe(H3P206)3"] " (VI)
The fact that these were not detected in the other ion-exchange 
experiments suggests that no neutral complexes were present.
Another possible approach to this problem is to assume that 
the neutral complexes do exist and re-calrulate the values for the 
stability constants. The possible neutral complexes are:-
FeJ+ [Fe(H2P206)(H3P20g)] ° (VII)
[Fe(H3P2Og)3] ° (VIII)
Fe2+ [Fe(H3P206)2] 0 (IX)
[Fe(H2P206)] 0 (X)
Two extra terms will be required therefore in the equation given in 
section 4*4*1°? which becomes:
- 122-
/  t
where and j3^ are the constants for the reaction
Fe3+ + 3(H?P206)3- ^  [FeCH^Og)^ 0 
3+ . n n2-
Pe + (H2P2°6) ' + (H3P2°6}' ^  
respectively.
The above equation may be expressed as:
A = A (l + (a + c)C5 + (b + d)G2)
where
h ( K2 \2 
^  " U H+]f2a ) ^
/
[H+] f ) a3 \[H+] f2 I ~2a
Solving this by the method of least squares as described in section 
2.20.
|f = - 3  S I X  - F(C.)] |f
t  = - 2 S [ A .  -F(Ci)] |f
|f « - 2 S [ A . - F ( C . ) ]  |f
|f - - 2  2[A -F(C.)] ff
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How|Z = A c5 A c2 |Z = A c3 || « a c2
o a o ob o oc o od o
Hence 2 (a . - A - A aC - (A b + A d)C2 - A c C5 ] C2 = 0 (2)
^ 1 O O 0 O 0 ' 7
2 Ta . - A - A dC‘--(A b + A d)C2 - A c C 5] C5 = 0 (3)
L 1 O 0 v 0 O 7 0 v 7
The expression for and g— are the same and equal to equation (2)
£) s § sand those for gg and gg- are the same and equal to equation (3).
Thus, only two equations can be derived containing four unknowns,
a, b, c and d, which cannot be calculated in any simple manner.
The values {3., |30, (3, and j3, can be obtained by the method of least
1 -2 3 4 A
squares.
Differentiating equation (l) three times with respect to C,
A’ = 3 AQ(a + c)C2 + 2 AQ(b + d)C
A»» = 6 A (a + c)C + 2 A (b + d)ov 7 ov 7
A» » ' = 6 A (a + c)ov 7
and a, b, c and d can be evaluated. Values of A1 are obtainable 
from the slope of the curve of A against C and values for AM and 
A,M from the slopes of the corresponding derived curves. Such 
a method, however, is very tedious and inaccurate. A more 
reasonable approach is to simplify the equation by assuming that the 
stabilities of both pairs of ls2 and 1s3 complexes are similar and
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to examine the effect of the neutral species on the stability 
constants for the anionic species. This assumption is reasonable 
since the pairs of complexes differ only in the number of protons 
attached to the hypophosphate. Let the stability constants of
f \ « t
the neutral species in the iron (III) system be (3^ and P2
Pi- Pi'
» C £ '
A = A (1 + A62 + B€5 + S* ov r2
■ (  f g ____________ t
1 1 H+ f£a2
Solving this equation before for all the sets of experimental results.
log P1 log (3 2 log Px log P2
11.07 12.05 9-18 8.33
10.31 12.38 8.75 9-27
11.04 12.41 9-41 9-18
11.09 13.88 9.46 9.22
11.29 13-70 9-68 10.51
The above procedure obviously cannot be applied to
system, since the neutral and anionic 1:2 complexes (IX), (ill) are 
comparable jx5 the neutral 1:1 and anionic 1:3 complexes (x) and (IV) 
are not.
It is probably fair to say that the J3 values represent the most 
likely true values for the stability constants, assuming no neutral
-125-
complexes, while the (3* values represent the greatest error
possible assuming that neutral complexes of equal stability exist.
With regard to the actual structure of these complexes, it is
assumed that the hypophosphate group is acting as a bidentate
ligand forming five-membered chelate rings with the metal atom.
2-This will only be the case with ^2^ 2^6
i i
- P - P -
I I
0 0
\ /
M
This seems to be justified since, as in the orthophosphate, where
2- 3-the bidentate group is HPO^ or PO^ , the maximum ligand to metal
ratio found is 3*1. Similar four-membered chelate rings have been
suggested for the orthophosphate complexes and six-membered rings for
the pyrophosphates.
An alternative structure for the hypophosphate complexes would
involve a four-membered ring comparable with the orthophosphate, which
3-will only be exemplified by HP^ Og. •
0 0
I I
0 - p - p - 0
1 I \
M —  0 0
However, the five-membered ring involves less bond angle distortion
-126-
and strain and would almost certainly be preferred
Yet another possibility is that a linear complex may be 
formed by the species H^ P^ Og"".
O - P - P - O - M - O - P - P - O  
I i I I
However, if this does occur, there is no apparent reason why the 
process should stop at the above point and why it should not- 
continue to form a giant linear polynuclear molecule and precipitate. 
In fact, this is probably what does occur in neutral and basic 
solutions when precipitation is observed. Such linear molecules 
should be less stable than the corresponding ring ring structures 
which benefit from the entropy effect of the chelate rings.
In the case of 1s3 complexes, the structures are assumed to be 
of the form
0— .p,
P
/
P 0 P
as exemplified by '
\
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For [Fe(H3P206)2(H2P206 >1  ^ a similar structure is
visualised with the H^POg groups mini dentate and water molecules
occupying the other two coordination positions. It is conceivable
2 -
that the structures may be composed totally of bidentate 32^2^6
groups with a proton held between two of these by hydrogen bonding.
The 1:2 complexes are completely analogous.
The ligands are attached to the metal through an oxygen atom
and, in particular, inorganic oxyacids usually give rise to a weak
ligand field and are most likely to give spin free complexes 
3 2utilizing sp d hybridisation. This is supported, in this work* 
by the magnetic susceptibility measurements made on the solid 
ferrous hypophosphate discussed in section 3*2.
The stability of the ferrous hypophosphates compared with the 
cobaltous compounds is difficult to explain satisfactorily. The 
ion-exchange experiments comparing hypophosphoric and perchloric acids 
(Figure 20) showed that hypophosphoric acid did complex to a small 
extent with cobalt, but no sign of charged species was found in the 
quantitative experiments. Either the cobalt complexes are very weak 
and destroyed during the washing of the resin in the latter experiments 
or they are entirely neutral species. Pyrophosphoric acid, which is
a
comparable in strength with hypophosphoric acid has been reported
- 1 2 8 -
53,54,55 56
to form complexes with both cobalt (il) and iron (il) ,
lsl, 1*2 and 1s3 complexes are reported for cobalt and bidentate
structures similar to those suggested above have been proposed*
57The order of complex formation given by Irving and Williams 
for bivalent metals
Mn <  Fe <  Co <  Hi <  Cu n 
is not really applicable in this case. It only holds for complexes 
in which the ligand is the conjugate base of a weak acid, mainly 
organic ligands. Hypophosphoric acid is a relatively ‘strong acid, 
but even so, it is difficult to see why it should give complexes 
of very different stability with iron (il) and cobalt (il) ions*
The process of complex formation in aqueous solution is 
essentially a competitive reaction between ligand and water for the 
coordination position of the metal atom. The free energy charge 
of the reaction
AG « AH - TAS 
is due partly to the difference between the heats of formation of 
the metal to water and metal to ligand bonds and partly due to the 
change in entropy. The latter factor may be quite large especially 
with chelate ring formation taking place, but the heat factor is not
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likely to be very large as only weak bonds are involved. In 
the transition series the metal to water bond strength should 
increase from J3h to Zn due to the increase in effective nuclear
CO
charge and, on this basis, it should become increasingly 
difficult for complex formation to occur from iVIn to Zn,
Cobaltous hypophosphate complexes might be expected, therefore, 
to be slightly weaker than the corresponding ferrous complexes 
and, in fact, this is the reverse of the Irving Williams order, 
but this argument can only be used to explain a small difference 
in stability.
- 130-
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